Introduction {#sec1}
============

Mercury (Hg) is a contaminant widely distributed in the global environment.^[@ref1]^ Methylation, catalyzed by sulfate-reducing bacteria, Fe(III)-reducing bacteria, or methanogens,^[@ref2]^ is a key chemical transformation of Hg because the metal then can enter food webs as the toxic methyl Hg. The biogeochemical controls on Hg methylation are complex and much of the research has focused on identifying which soluble Hg(II) complexes are bioavailable to methylating bacteria, mainly in sulfidic sediments.^[@ref3],[@ref4]^ Neutral Hg(II) complexes are thought to be preferentially methylated because they can passively diffuse into cells where this process occurs.^[@ref2],[@ref4]−[@ref7]^ It has also been shown that Hg-thiol complexes may be actively taken up by cells and subsequently methylated.^[@ref8],[@ref9]^

Conversely, species that pass through the cell membrane less easily are expected to limit Hg methylation. Mercury(II) in either nanocrystalline metacinnabar (β-HgS) or microcrystalline β-HgS is not as available to bacteria as Hg(II) that is nominally dissolved.^[@ref10]^ Reduction of Hg(II) to Hg(0) also may limit Hg methylation in sulfidic sediments. *Dusulfovibrio desulfuricans*, for example, can methylate Hg(0) only after oxidation to Hg(II)-cysteine complexes.^[@ref11]^ Partitioning of Hg(0) within sediments could limit Hg bioavailability: the high vapor pressure and low solubility^[@ref12]^ of Hg(0) suggest that it will either evaporate from sediments or sorb strongly to the sediment matrix.^[@ref13]^

Dissolved Hg(II)-sulfide \[S(-II)\] species, which dominate Hg(II) speciation,^[@ref3],[@ref14]^ stabilize soluble Hg in the divalent state under anoxic conditions, such that reduction of Hg(II) can occur only in the presence of a powerful reductant. Mackinawite (tetragonal FeS) has been shown to reduce metals under conditions in which the electron activity is high.^[@ref15],[@ref16]^ Thus, it is possible that this mineral, which is abundant under the sulfidic conditions where methyl Hg is produced,^[@ref17],[@ref18]^ can reduce Hg(II) to Hg(0) or sorb Hg(II), thereby limiting Hg(II) availability to methylating bacteria and consequent toxicity.^[@ref10],[@ref19]^ Laboratory incubations of Hg(II) with sediments in batch reactors have demonstrated that the formation of FeS is concurrent with a decrease in the production of methyl Hg.^[@ref20]−[@ref22]^ The interaction between dissolved Hg(II) and FeS has been investigated previously using molecular methods.^[@ref23]−[@ref25]^ Although researchers have not reached consensus on the mechanisms of interaction,^[@ref24]^ β-HgS appears to form at high Hg(II):FeS molar ratios, whereas surface complexes of Hg and FeS have been suggested at lower Hg:FeS ratios.^[@ref26]^ Jeong et al.^[@ref26]^ observed that calomel (Hg~2~Cl~2~) formed from the reaction of Hg(II) with FeS when the Hg:FeS ratio was high (\>1); however, Hg(II) reduction by FeS has not been observed otherwise.^[@ref23],[@ref24],[@ref26]^

We hypothesized that FeS in aqueous suspension can reduce Hg(II) in Hg(II)--S(-II) species to Hg(0) at circumneutral pH and at the Hg:FeS ratios within the range of those observed in anoxic sediments. At the relatively low Hg:FeS ratios employed, we further hypothesized that Hg(II) remaining in our FeS suspensions would be complexed by FeS surfaces. To identify the Hg species produced as a result of the reaction between Hg(II) and FeS, the solid-phase products were characterized using Hg L~III~-edge extended X-ray absorption fine structure (EXAFS) spectroscopy, while the evolution of purgeable Hg was measured using cold vapor atomic fluorescence spectrometry (CVAFS).

Experimental Section {#sec2}
====================

Hg(II) Reaction with FeS {#sec2.1}
------------------------

All solutions were prepared inside a Coy vinyl anaerobic chamber under anoxic conditions (0 ppm of O~2~, 97% N~2~, 3% H~2~) using 18.2 MΩ-cm Milli-Q H~2~O, degassed by boiling 1 L and then sparging with 95%/5% N~2~/H~2~ gas (passed through an inline catalyst to remove trace O~2~) for 2--3 h.

Solutions were made using ACS reagent-grade chemicals, unless otherwise noted. The S(-II) stock solutions used Na~2~S·9H~2~O crystals rinsed beforehand to remove any surface contamination present on the crystals. The concentration of S(-II) in the stock solution (ca. 0.5 M) was determined by titration with I~2~ according to EPA Method 376.1.^[@ref27]^ The ca. 0.5 M divalent iron \[Fe(II)\] stock solution comprised Mohr's salt \[(NH~4~)~2~Fe(SO~4~)~2~\], with the concentration measured accurately using inductively coupled plasma-optical emission spectrometry (ICP-OES; PerkinElmer Optima 5300 DV). Buffer solutions (10 mM) were prepared using the Good's buffers, MES \[ 2-(*N*-morpholino)ethanesulfonic acid at pH 5.8; MP Biomedicals MES\] and HEPES \[4-(2-hydroxyethyl)-1-piperazineethanesulfonic acid at pH 6.8\], along with Tris \[tris(hydroxymethyl)aminomethane at pH 7.8\]. The ionic strength of the buffer solutions was increased by adding 0.3 M NaCl. Stock solutions of 0.1 M Hg(NO~3~)~2~ were prepared with degassed 2 M HCl and then diluted in 0.3 M NaCl, 10 mM buffer solution (pH 5.8, 6.8 or 7.8) to achieve a concentration of 0.1 mM Hg. Mercury stock solutions were used in experiments only on the day they were prepared.

Synthesis and processing of Hg-reacted FeS occurred in the anaerobic chamber. An aliquot of the Fe(II) stock solution was added to 0.3 M NaCl, 10 mM buffer solution in anoxic crimp-top glass vials, followed by an aliquot of S(-II) stock solution. Solid-phase FeS was observed to precipitate instantaneously. The FeS suspension was allowed to equilibrate for 5 min before the addition of 0.1 mM Hg(II) stock solution to achieve a final FeS concentration of ca. 1 g/L \[ca. 10.5 mM Fe(II) and S(-II)\], a final Hg concentration of 4 or 20 μM, and a final suspension volume of 20 mL. The vials were capped using ca. 1 cm thick butyl rubber stoppers and crimped aluminum caps during sample equilibration. Aqueous Fe(II) and S(-II) concentrations were measured for some replicate samples using ferrozine^[@ref28]^ and methylene blue colorimetric methods, respectively, on a PharmaSpec UV-1700 UV--vis spectrometer (Shimadzu). Mackinawite is relatively soluble, so small changes in the initial ratio Fe:S used in its synthesis can lead to relatively large changes in the aqueous Fe and S concentrations. The aqueous Fe(II) concentration (ca. 400--1000 μM) was always in excess of the aqueous S(-II) concentration (from below detection to 15 μM; detection limit, 1.2 μM; Table S4, [Supporting Information](#notes-1){ref-type="notes"} \[SI\]). The concentrations of aqueous Fe(II) were somewhat higher, and the concentrations of aqueous S(-II) somewhat lower, than those predicted by FeS solubility.^[@ref29],[@ref30]^ X-ray diffraction ([Figure S2](#notes-1){ref-type="notes"}) and Fe and S K-edge X-ray absorption spectroscopy ([Figures S3 and S4](#notes-1){ref-type="notes"}) revealed that mackinawite was the only crystalline solid phase present, although some oxidation of the mineral had occurred.^[@ref30]^

The concentration of Hg(II) used in our study was far greater than typical concentrations found in anoxic sediments, but the ratio of Hg:FeS in the sample suspensions was similar to ratios of Hg:AVS (acid volatile sulfide) observed in the field, assuming that FeS can be equated to AVS and using a range of AVS concentrations in sediments of 2--400 μmol S/g (dry weight)^[@ref20]^ and a range of Hg concentrations in sediments of 0.1--6.5 nmol/g (dry weight),^[@ref31]^ excluding Hg concentrations present in highly contaminated sediments, to obtain a conservative estimate. We calculate the molar ratio of Hg:FeS in sediments to range between 3 × 10^--3^ and 3 × 10^--7^. The molar ratio of Hg:FeS employed in our research ranged between 4 × 10^--4^ and 2 × 10^--3^, which overlaps the high end of the environmentally relevant range.

Thermodynamic calculations ([Tables S1 and S2 and Figure S1](#notes-1){ref-type="notes"}) were performed using MINEQL+,^[@ref32]^ with component concentrations set equal to those used experimentally. Calculations of the aqueous Hg(II) concentrations were performed for FeS suspensions in both the presence and absence of β-HgS. In both cases it was assumed that FeS dissolution is kinetically facile \[which is supported by measurements of FeS dissolution in the presence of Hg(II) at elevated Hg concentrations (5--20 mM)^[@ref26]^\], such that soluble S(-II) is always available to complex Hg(II). Thus, formation of Hg(II)--S(-II) complexes occurs and the intermediate species S(-II)~(aq)~ is immediately replaced through dissolution, even if its nominal concentration in equilibrium with FeS is always low. The Hg(II)--S(-II) species concentrations were always at least 10 orders of magnitude greater than those of Hg(II)--OH or Hg(II)-Cl species. Indeed, the *maximum* concentration of any of the Hg(II)-Cl or Hg(II)--OH complexes was between ca. 10^--17^ and 10^--23^ M (in the absence and presence of β-HgS, respectively), suggesting that reactions between Hg(II)-Cl or Hg(II)-OH complexes and FeS are negligible relative to those between Hg(II)--S(-II) species and FeS.

Hg L~III~-edge EXAFS Spectroscopy {#sec2.2}
---------------------------------

The samples analyzed using EXAFS spectroscopy were designed to study the impact of three experimental variables on solid-phase Hg speciation: pH, time, and Hg:FeS ratio. Mercury(II)-reacted FeS suspensions were synthesized in buffered solutions at pH 6, 7, or 8 with an initial Hg(II) concentration of 4 or 20 μM and were allowed to equilibrate for 1 or 24 h. X-ray absorption spectra of the solid phases were collected on wet pastes obtained by passing the FeS suspensions through a 0.45 μm filter membrane (inside the anaerobic chamber) the day before analysis and storing them in sealed crimp-top glass vials at −15 °C overnight in a freezer located outside of the anaerobic chamber. The sealed samples were placed on dry ice for transport to the Stanford Synchrotron Radiation Lightsource (SSRL), where they were stored in a freezer until use. Each sample was loaded into a one-slot aluminum sample holder inside an anaerobic chamber before being removed from the anaerobic chamber and plunged directly into liquid N~2~, after which they were placed in a liquid He cryostat chamber for measurement at 10 K.

Mercury L~III~-edge EXAFS spectra were collected at beamline 11-2 at SSRL. The energy of the X-ray beam (uncollimated) was selected using a Si(220) φ = 90 double crystal monochromator detuned by 30% at 12600 eV to minimize harmonics. The fluorescence signal was monitored using a 30-element Ge detector. Between three and eight aluminum foils were placed between the sample and the detector to attenuate Fe Kα fluorescence preferentially. The calibration of the monochromator was monitored throughout collection of the sample spectra using a HgCl~2~ sample (with the energy of the edge set to 12 284.00 eV).

Between 14 and 20 individual scans individual scans were averaged using the SamView module in SIXPack^[@ref33]^ for each sample and then normalized using the Background Removal module in SIXPack^[@ref33]^ by fitting a linear function to the region between −200 and −50 eV below the edge and a quadratic function to the region between 150 and 900 eV above the edge. The EXAFS spectra \[χ(*k*)\] were extracted from the normalized absorption spectra by fitting the region between *k* = 1 and ca. 10 or 12 Å^--1^ with a spline function. The *R*~bkg~ value, which determines the upper limit in *R*-space to which the background function is fit,^[@ref34]^ was \>1.0, the default value used by the fitting program,^[@ref33]^ for two samples: pH6_20μMHg_24h and pH8_4μMHg_1h. For these samples, *R*~bkg~ was increased incrementally until the signal at low *R* in the Fourier transform of the EXAFS spectrum (FT-EXAFS) was minimized; for both samples the final *R*~bkg~ value was 1.10 Å.

All fitting was performed using the FEFF EXAFS Fitting module in SIXPack.^[@ref33]^ The theoretical scattering paths that were used to produce the models of the FT-EXAFS spectra were calculated in FEFF 8.2^[@ref35]^ using atomic coordinates derived from Crystal Maker for 7 Å-diameter β-HgS, α-HgS, and α-Hg(0) using the crystallographic structures determined by Wyckoff,^[@ref36]^ Auvrey and Genet,^[@ref37]^ and Barrett et al.,^[@ref38]^ respectively.

Measurement of Purgeable Hg {#sec2.3}
---------------------------

The concentration of Hg(0) in the absence of FeS was measured using CVAFS to confirm that spurious reduction of Hg(II) does not occur. To this end, controls were synthesized and analyzed which contained only 10 mM HEPES buffer (in 0.3 M NaCl) or H~2~O (degassed 18.2 MΩ Milli-Q water) and 20 μM Hg(II), parallel with the samples containing 1 g/L FeS and 20 μM Hg(II). A subset of samples and controls was equilibrated under dark conditions to assess the impact of light on the reduction reaction, since the photoreactivity of soluble Hg(II) is well-known^[@ref39]^ and the samples examined using EXAFS spectroscopy had been equilibrated under illuminated conditions (ambient light). All samples and controls were equilibrated for 24 h. Since Good's buffers may modify the extent of reduction reactions,^[@ref40]^ to test whether the buffers enhanced reduction significantly, experiments were also performed at pH 6 without the addition of buffer (i.e., FeS alone buffered the pH value of the suspension).

The production of purgeable Hg was measured after 24 h in FeS suspensions and control solutions. At the end of a 24-h equilibration period, the samples were purged for 3 h using ultrahigh purity N~2~ that was then bubbled through a solution of 600 μM KMnO~4~ and 8 mM nitric acid to oxidize Hg(0) gas, thus preserving it as Hg(II) for measurement.^[@ref41]^ Before analysis using CVAFS, 300 μL of 4.3 M NH~2~OH were added to the preserved samples, which were then diluted in 10 mL of deionized H~2~O. An aliquot of the diluted sample was deposited into the bubbler of the CVAFS instrument along with 1 mL of 0.9 M SnCl~2~ in 1.2 M HCl. Using ultrahigh purity N~2~, the Hg(0)~(g)~ generated in the bubbler was deposited onto a gold trap attached to the bubbler with Teflon tubing. Bubbling occurred for 20 min, after which time the gold trap was placed into the heating coil of the dual-gold trap CVAFS instrument, as per EPA method 1631.^[@ref42]^

The overall detection limit of our procedure to measure purgeable Hg was 0.6 μM, equal to three times the standard deviation of a blank sample containing only degassed 18.2 MΩ Milli-Q water which had been subjected to the same experimental procedure as the samples and which was synthesized and analyzed on five different occasions. This overall detection limit incorporates the error in measurement that arises from purging the initial solution into the KMnO~4~ solution, reducing the KMnO~4~ solution, diluting this reduced solution, and measuring the Hg concentration via CVAFS. The concentration of Hg evolved from the control containing H~2~O and Hg(II) under illuminated conditions (*n* = 8; *n* designates the number of replicate samples) was below the detection limit. The amount of purgeable Hg generated in the controls containing 10 mM HEPES buffer (and 0.3 M NaCl) and Hg(II) under both illuminated (\[Hg\] = 1.0 ± 0.9 μM, *n* = 4) and dark conditions (\[Hg\] = 0.7 ± 0.1 μM, *n* = 2) was negligible (i.e., approximately equal to the detection limit), with the exception of one of the replicates exposed to light, which contained 2.3 μM purgeable Hg. Although the technique used to measure Hg(0) via CVAFS cannot distinguish between Hg(0) and uncharged aqueous Hg(II) complexes that may be volatilized, we note that although HgCl~2(aq)~ exists in the control containing 10 mM HEPES buffer and 0.3 M NaCl, the concentration of purged Hg measured was close to the detection limit of our technique.

Results {#sec3}
=======

Hg Speciation in the Solid Phase {#sec3.1}
--------------------------------

The X-ray absorption near-edge structure (XANES) spectra of the samples matched that of a published XANES spectrum of Hg(0) measured at 80 K.^[@ref43]^ Furthermore, the positions of the peaks in the first derivatives of the XANES spectra at 12 283, 12 292, and 12 298 eV match those reported previously for Hg(0)^[@ref43]^ ([Figure S7](#notes-1){ref-type="notes"}). Additionally, the FT-EXAFS spectra exhibited a large peak centered at ca. *R* + δ*R* = 2.7 Å **(**Figure [1](#fig1){ref-type="fig"}) consistent with that published for α-Hg(0) by Jew et al.^[@ref44]^ In the EXAFS spectrum of sample pH8_20μMHg_24h, α-Hg(0) was the only phase that could be discerned (Figure [1](#fig1){ref-type="fig"}; plots of χ(*k*)*k*^3^ are provided in Figure S9 of the [SI](#notes-1){ref-type="notes"}), as indicated by the absence of peaks in the FT-EXAFS spectrum at or below ca. *R* + δ*R* = 2 Å, which would indicate bonding between Hg and an anion. This latter spectrum was then fit assuming that the sample contained solely Hg(0) in order to determine the amplitude reduction factor (*S*~0~^2^) and Debye--Waller factors (σ^2^, Å^2^) for Hg(0)-Hg(0) scattering paths. The amplitude reduction factor is correlated with the Debye--Waller factor; however, *S*~0~^2^ is independent of *k*, whereas σ^2^ is dependent upon *k*.^[@ref45]^ Thus, the EXAFS spectrum was fit using differing *k*-weights to increase the precision of the fitted *S*~0~^2^ and σ^2^ parameters^[@ref45]^ (Figure S8 of the [SI](#notes-1){ref-type="notes"}). The fitted parameters (Table S5, of the [SI](#notes-1){ref-type="notes"}) reveal that this model \[α-Hg(0)\] reproduced the experimental spectrum well, with bond lengths within 0.01 Å of those reported for α-Hg(0).^[@ref38]^ The *r*-value, a measure of the goodness of the fit, was equal to 0.0270 (an *r*-value ≤ 0.05 typically indicates a good fit of a model to data^[@ref46]^).

![Magnitude (bold lines) and imaginary part (thin lines) of Fourier transforms of the EXAFS spectra (solid black lines) and fits to the data (dashed gray lines). The locations of the Hg(II)--S(-II) scattering paths are indicated by the gray box. Illustrations of α-Hg(0) and β-HgS are also provided; the black spheres depict Hg(II) and the gray spheres indicate S(-II). The arrows drawn on the β-HgS structure depict the Hg--S and Hg--S--Hg scattering paths used in modeling of the sample spectra. Also shown are illustrations of the Hg--S coordination geometries that are consistent with the bond distances obtained from fitting of the sample spectra.](es-2014-01514r_0001){#fig1}

The FT-EXAFS spectra for all remaining samples exhibited peaks centered at ca. *R* + δ*R* = 2 Å, indicating the presence of anions neighboring the central Hg absorbing atom (Figure [1](#fig1){ref-type="fig"}). Consequently, the EXAFS spectra could not be fitted satisfactorily with scattering paths from α-Hg(0) alone \[*r*-values between 0.0937 and 0.1536 (data not shown)\]. Only S and Hg backscatterers were expected to contribute to the sample EXAFS spectra, as there were no other elements in solution that could outcompete S(-II) for complexation with Hg(II). Furthermore, the location of the first peak in the FT-EXAFS spectra was consistent with bond lengths for Hg(II)--S(-II).^[@ref47]^ Thus, a model in which Hg(II) was coordinated to S(-II) was used in fitting the EXAFS spectra. The Debye--Waller factors for the Hg--Hg scattering paths and the *S*~0~^2^ value were constrained to equal those derived from fitting the spectrum of sample pH8_20μMHg_24h; this was necessary due to the large amount of overlap between all scattering paths in the FT-EXAFS spectra that otherwise led to large errors in the fitted parameters. The bond lengths (*R*, Å), coordination numbers (CN), and reference energies (*E*~0~, eV) were not constrained. The Debye--Waller factors for the Hg-S scattering paths were unconstrained whenever possible; otherwise, they were set equal to the value obtained from fitting of the spectrum of sample pH7_20μMHg_1h (see the [SI](#notes-1){ref-type="notes"} for further details of the fitting procedure).

The Hg(II)-S bond length varied widely among samples, from 2.30 ± 0.01 to 2.59 ± 0.01 Å (Table [1](#tbl1){ref-type="other"} and Figure [1](#fig1){ref-type="fig"}), indicating that Hg(II) was coordinated to S(-II) in multiple geometries. Samples pH7_20μMHg_1h and pH6_20μMHg_24h exhibited coordination environments similar to that observed for β-HgS, in which sulfide ligands are coordinated to Hg at a distance of 2.53 Å.^[@ref36]^ Indeed, a Hg--Hg scattering path from β-HgS with an interatomic distance of 4.13 Å marginally improved the fit for sample pH7_20μMHg_24h when its CN was constrained, based on the geometry of the mineral, to equal three times the CN for the Hg--S scattering path. For sample pH8_4μMHg_24h, the Hg--S bond distance was slightly short (2.49 ± 0.03 Å) relative to β-HgS.

###### Fitting Parameters for Samples Containing a Mixture of Hg(0) and Hg(II)[a](#t1fn1){ref-type="table-fn"}

  sample                                           *E*~0~ (eV)   scattering pair   *R* (Å)       CN          σ^2^ (Å^2^)       *r*-value
  ------------------------------------------------ ------------- ----------------- ------------- ----------- ----------------- -----------
  pH6_20μMHg_24h[b](#t1fn2){ref-type="table-fn"}   2.17 ± 1.73   Hg--S             2.51 ± 0.02   0.9 ± 0.1   0.0032            0.0046
                                                                 Hg--Hg1           2.99 ± 0.01   6.0 ± 0.4   0.0026             
                                                                 Hg--Hg2           3.45 ± 0.02   5.7 ± 0.9   0.0072             
                                                                 Hg--Hg3           4.55 ± 0.02   8.1 ± 1.8   0.0053             
                                                                 Hg--Hg4           4.89 ± 0.06   4.6 ± 3.5   0.0084             
  pH7_20μMHg_24h[c](#t1fn3){ref-type="table-fn"}   1.38 ± 1.93   Hg--S             2.39 ± 0.02   1.2 ± 0.4   0.0093 ± 0.0033   0.0099
                                                                 Hg--Hg1           2.96 ± 0.01   3.4 ± 0.3   0.0025             
                                                                 Hg--Hg2           3.44 ± 0.02   4.4 ± 0.6   0.0070             
                                                                 Hg--Hg3           4.51 ± 0.02   5.1 ± 1.2   0.0053             
                                                                 Hg--Hg4           4.96 ± 0.05   4.4 ± 2.1   0.0084             
  pH7_20μMHg\_ h[d](#t1fn4){ref-type="table-fn"}   2.73 ± 1.39   Hg--S             2.51 ± 0.01   0.9 ± 0.3   0.0032 ± 0.0024   0.0086
                                                                 Hg--S--Hg         4.10 ± 0.03   2.6         0.0079 ± 0.0032    
                                                                 Hg--Hg1           2.98 ± 0.01   4.8 ± 0.2   0.0025             
                                                                 Hg--Hg2           3.46 ± 0.01   4.6 ± 0.7   0.0070             
                                                                 Hg--Hg3           4.56 ± 0.01   5.3 ± 1.4   0.0053             
                                                                 Hg--Hg4           4.90 ± 0.06   2.9 ± 2.9   0.0084             
  pH8_4μMHg_24h[c](#t1fn3){ref-type="table-fn"}    3.60 ± 2.27   Hg--S             2.49 ± 0.03   1.8 ± 0.8   0.0118 ± 0.0051   0.0196
                                                                 Hg--Hg1           2.98 ± 0.02   3.8 ± 0.4   0.0025             
                                                                 Hg--Hg2           3.47 ± 0.03   3.9 ± 0.9   0.0070             
                                                                 Hg--Hg3           4.52 ± 0.03   6.0 ± 1.7   0.0053             
                                                                 Hg--Hg4           4.99 ± 0.07   3.8 ± 3.3   0.0084             
  pH8_4μMHg_1h[b](#t1fn2){ref-type="table-fn"}     4.71 ± 1.57   Hg--S             2.30 ± 0.01   1.1 ± 0.2   0.0032            0.0199
                                                                 Hg--S             2.59 ± 0.01   1.6 ± 0.3   0.0032             
                                                                 Hg--Hg1           3.00 ± 0.01   5.5 ± 0.3   0.0025             
                                                                 Hg--Hg2           3.50 ± 0.01   5.3 ± 1.1   0.0070             

*S*~0~^2^ = 0.80 for all samples.

*k*-Range = 3--10 Å^--1^, *R*-range = 1.5--5.2.

*k*-Range = 3--10 Å^--1^, *R*-range = 1--5.2 Å.

*k*-Range = 3--12 Å^--1^, *R*-range = 1--5 Å.

Sample pH7_20μMHg_24h exhibited a bond length (2.39 ± 0.02 Å) that was inconsistent with the structure of β-HgS, as did the sample pH8_4μMHg_1h, which was best fit with two Hg--S scattering paths: one at 2.30 ± 0.01 Å and one at 2.59 ± 0.01 Å. Trigonal Hg-thiol complexes with a T-shaped geometry have been reported previously^[@ref48]^ in which the "leg" of the T is much longer (e.g., by 0.4--0.5 Å) than the "arms" of the T. It is possible that the bonding environment in this sample (pH 8) is represented by a T-shaped complex; alternatively, it is possible that two distinct species existed corresponding to the two Hg--S distances.

Purgeable Hg Production {#sec3.2}
-----------------------

The concentrations of purgeable Hg evolved from samples containing FeS were significantly larger (*p* \< 0.028 for all samples relative to the control using a two-tailed Student's *t* test) than those produced under control conditions (Figure [2](#fig2){ref-type="fig"}). The fraction of Hg volatilized was \<50% of the total Hg added to the initial FeS suspensions (20 μM), which is inconsistent with the results obtained using EXAFS spectroscopy (although it should be cautioned that EXAFS spectroscopy is not optimal for quantifying Hg(0); see [SI](#notes-1){ref-type="notes"}). The discrepancy may arise if Hg(0)~(l)~ forms (which is expected, since the solubility of Hg(0)~(l)~ is 0.3 μM^[@ref49]^), thus posing a kinetic limitation on the amount of Hg(0) removed from the suspensions, since Hg(0)~(l)~ must dissolve to release Hg(0)~(g)~. Previous studies have suggested that the formation of Hg(0)~(l)~ by magnetite limited detection of Hg(0)~(g)~ in the headspace of reactors.^[@ref43]^

![Purgeable Hg production in control solutions (left most column) and FeS suspensions (columns 2--4). The number of replicate samples (*n*) is provided in the plot. The error bars denote one standard deviation based on the average of the n replicates. The control contained 10 mM HEPES buffer and 20 μM Hg(II); "pH 6 (dark)" contained 10 mM MES buffer, 1 g/L FeS and 20 μM Hg; "pH 7 (dark)" contained 10 mM HEPES buffer, 1 g/L FeS and 20 μM Hg; "pH8 (dark)" contained 10 mM Tris buffer, 1 g/L FeS and 20 μM Hg. All samples and controls were equilibrated for 24 h.](es-2014-01514r_0002){#fig2}

Although the concentration of purgeable Hg produced in samples buffered at pH 6 and 8 was monitored only under dark conditions, the concentration of purgeable Hg did not differ significantly (*p* = 0.60 using a two-tailed Student's *t* test) under illuminated versus dark conditions in samples buffered at pH 7 (Figure S5 of the [SI](#notes-1){ref-type="notes"}) indicating that Hg(II) reduction occurred to a similar extent regardless of illumination. The amount of purgeable Hg produced in an unbuffered FeS suspension (pH = 6.0) was the same, within error, as the amount of purgeable Hg produced in the buffered FeS suspension (pH = 5.8) (Figure S6 of the [SI](#notes-1){ref-type="notes"}). Thus, it may be concluded that purgeable Hg was generated from the reduction of Hg(II)--S(-II) by FeS under all experimental conditions we examined and its concentration was independent of whether light or organic buffering compounds were present.

Discussion {#sec4}
==========

Speciation of Hg(II) in Association with FeS {#sec4.1}
--------------------------------------------

The dominant coordination environment inferred for Hg(II) in samples pH7_20μMHg_1h and pH6_20μMHg_24h was consistent with the bonding environment in β-HgS (indeed, it was possible to improve the EXAFS fit for sample pH7_20μMHg_1h by adding a Hg--Hg scattering path for β-HgS). Some fraction of Hg(II) may well have existed as β-HgS in all samples, since they were synthesized under conditions in which β-HgS is expected to be the most thermodynamically stable Hg(II)--S(-II) species. Studies by Skyllberg and Drott^[@ref24]^ and Jeong et al.^[@ref26]^ indicate that the primary interaction between FeS and Hg(II) is the dissolution of FeS in favor of the more stable β-HgS, a scenario similar to that described by Hyland et al.^[@ref50]^ for the reaction between PbS (galena) and soluble Hg(II).

However, the Hg--S bond lengths obtained from fitting of the spectra of samples pH7_20μMHg_24h (2.39 Å), pH8_4μMHg_24h (2.49 Å), and pH8_4μMHg_1h (2.30 and 2.59 Å) were not consistent with the formation of β-HgS. We interpret this inconsistency to mean that a mixture of Hg--S species forms with bond distances averaging to yield the fitted values, which is possible if the Hg(II)-S bond lengths are the same within the resolution (Δ*R*) of the FT-EXAFS spectra (Δ*R* = 0.17 or 0.22 Å for *k*-range = 3--10 Å^--1^ or *k*-range = 3--12 Å^--1^, respectively^[@ref46]^). The Debye--Waller factors of samples with bond distances intermediate between 2.30 and 2.51 Å were large \[0.0093 Å^2^ (pH7_20μMHg_24h) and 0.0118 Å^2^ (pH8_4μMHg_24h) compared to 0.0035 Å^2^ (sample pH7_20μMHg_1h)\]. Such large Debye--Waller factors are consistent with a mixture of bonding environments. Support for our interpretation also comes from principal component analysis (PCA), which showed that only three components were required to reproduce the sample spectra (Figures S10--S12 of the [SI](#notes-1){ref-type="notes"}); whereas five components would have been required if the samples contained three different species in addition to α-Hg(0) and β-HgS. Lastly, the fact that the fitted average bond distances did not vary with the experimental parameters examined (pH, initial Hg(II) concentration, reaction time) is also consistent with mixtures of similar species occurring under all experimental conditions, rather than a single species being favored under any one experimental condition.

Unlike Skyllberg and Drott,^[@ref24]^ who found that all Hg(II) formed β-HgS when reacted with FeS, Jeong et al.^[@ref25]^ and Wolfenden et al.^[@ref23]^ also observed that their EXAFS spectra reflected coordination environments that were not consistent with β-HgS. Jeong et al.^[@ref25]^ postulated that a fraction of the Hg(II) formed a complex with the FeS surface and fit their EXAFS spectra with a shell of Cl atoms at 2.48--2.50 Å (note that EXAFS spectroscopy cannot be used to distinguish between Cl and S atoms). Inclusion of a second species in their model was supported by improved agreement between the experimental and fitted spectra and by identification (via high-angle annular dark field-scanning transmission electron microscopy) of a diffuse layer of Hg associated with FeS particles in addition to localized "hot spots" of Hg attributed to β-HgS nanoparticles.^[@ref25]^ Wolfenden et al.^[@ref23]^ fit their EXAFS spectra with a Hg(II)-S scattering path at 2.38 Å. This bond length is consistent with the presence of α-HgS, however there was no higher-order structure in the FT-EXAFS spectra attributable to scattering from α-HgS. Furthermore, β-HgS is expected to precipitate from solutions of Hg(II) and S(-II) at room temperature.^[@ref51]^ The Hg(II)-S bond lengths identified in our study span the range observed in these three studies (with the exception of pH8_4μMHg_1h), and the Hg:FeS molar ratios (4 × 10^--4^ -- 2 × 10^--3^) we investigated were intermediate between those investigated by Wolfenden et al.^[@ref23]^ (2 × 10^--4^), Skyllberg and Drott^[@ref24]^ (1 × 10^--3^ to 2 × 10^--3^), and Jeong et al.^[@ref25]^ (4 × 10^--2^ to 9 × 10^--2^).

It is pertinent to note the similarity between the Hg(II)--S bond lengths obtained in our study and those obtained for Hg(II) reacted with organic matter or organic matter and S(-II). Slowey^[@ref52]^ suggested that nanoparticulate β-HgS, which formed when S(-II) was added to Hg-reacted dissolved organic matter, exhibited shortened bond distances (2.38--2.48 Å) as a result of a large number of undersaturated Hg(II) atoms at the surface of very small particles and from lattice strain induced by interactions with organic moieties at the surface of the HgS particles.^[@ref53]^ Similarly, Nagy et al.^[@ref54]^ suggested that Hg(II) formed Hg~*x*~S~3~ clusters when Hg(II) was reacted with soil organic matter, characterized by two Hg(II)--S bond lengths of 2.34--2.35 Å, one Hg(II)--S bond length of 2.54--2.57 Å, and *x* Hg--Hg bond lengths at 4.12--4.14 Å (note the similarity, in particular, between these fitted bond lengths and those obtained for the sample pH8_4μMHg_1h).

It may be that the variability in Hg(II)--S(-II) bond lengths obtained for our samples arose from heterogeneous precipitation of β-HgS, or, similarly, formation of tetrahedral Hg(II)--S(-II) clusters associated with the surface of FeS. Association with the FeS surface could induce distortions in the Hg(II)--S(-II) coordination environment^[@ref53]^ such that the average Hg(II)--S(-II) distance is not always characteristic of Hg--S tetrahedra. It is not possible to identify unambiguously the bonding environments of the Hg(II)--S(-II) species; however, it is possible to say that many of the fitted bond lengths were inconsistent with homogeneous precipitation of β-HgS, which suggests that Hg(II) was associated with the FeS surface in some way.

Reduction of Hg(II)--S(-II) by FeS {#sec4.2}
----------------------------------

Previous researchers who have investigated the reactions between Hg(II) and FeS (with Hg:FeS \< 1) have been unable to detect Hg(0) using molecular-scale techniques. This may have occurred because the detection of Hg(0) is sensitive to the preparation and preservation of samples for spectroscopic analysis. For instance, Jew et al.^[@ref44]^ observed that Hg(0) was detectable in their sample spectra collected at 77 K, even though it went undetected when spectra of the same samples were collected at room temperature. Furthermore, Jew et al.^[@ref44]^ found it necessary to cool their α-Hg(0) reference slowly, because rapid quenching resulted in a glass that exhibited reduced EXAFS oscillations relative to crystalline α-Hg(0). Skyllberg and Drott^[@ref24]^ and Jeong et al.^[@ref25]^ dried their filtered Hg-reacted FeS suspensions in a glovebox, from which any Hg(0) that was formed could have escaped. Jeong et al.,^[@ref25]^ recognizing this problem, also performed XANES spectroscopy on wet, Hg-reacted FeS samples and were still unable to detect Hg(0). However, their XANES spectra were collected at room temperature^[@ref25]^ at which Hg(0) is highly volatile relative to its volatility at both 77 and 10 K.^[@ref55]^ We were able to detect Hg(0) consistently using EXAFS spectroscopy only if samples were frozen at −15 °C; spectra from wet samples preserved at temperatures of approximately 20 °C (and measured at 77 K) did not always exhibit scattering from Hg(0) that was above the detection limit of EXAFS spectroscopy (Figure S13 of the [SI](#notes-1){ref-type="notes"}), possibly due to evolution of Hg(0)~(g)~ or formation of Hg(0) glass upon cooling. Finally, Hg(0) was not produced in our experiments by beam damage. Although sample preservation and the temperature of EXAFS spectra collection impact detection of Hg(0), differences in the chemistry of the suspensions employed by different researchers also may enhance or diminish Hg(0) formation.

Mercury(II) can be reduced abiotically, in particular, by mixed Fe(II)--Fe(III) mineral phases and organic matter.^[@ref41],[@ref56],[@ref57]^ However, in many studies, Hg existed in solution as either a hydroxy- or chloro-complex, which are weak compared to the S(-II) complexes of Hg (e.g., Skyllberg^[@ref14]^). Indeed, Mishra et al.^[@ref58]^ observed that Hg(II) reduction by both magnetite and green rust was severely diminished in the presence of the sulfhydryl groups associated with bacterial biomass. Furthermore, researchers have demonstrated that Hg(0) can be oxidized when it binds to thiol groups in organic matter,^[@ref59],[@ref60]^ bacterial cells,^[@ref11],[@ref61]^ or cell exudates.^[@ref61]^ Similarly, oxidation of Hg(0) due to S(-II) complexation has also been observed after reaction with PbS.^[@ref62]^ Thus, it appears that non-S(-II) complexes of Hg(II) may be available for reduction, whereas strong Hg(II)--S(-II) complexes are not, and instead actually favor the oxidation of Hg(0) in the absence of a powerful reductant. In contrast, Hg(II)--S(-II) complexes dominate Hg speciation in both the solid and aqueous phases in FeS suspensions, yet the EXAFS spectrum is dominated by scattering from α-Hg(0) after only 1 h of reaction. A fraction of the Hg(II) added to the suspension remained divalent under most of the experimental conditions examined. It is likely that these species were kinetically recalcitrant, but thermodynamically unstable relative to Hg(0). Our identification of non-β-HgS coordination environments is consistent with the formation of metastable Hg(II) species.

Thus, we propose that reduction of Hg(II)--S(-II) by FeS is thermodynamically favorable in natural sediments. Thermodynamic modeling of Hg speciation under our experimental conditions (assuming β-HgS precipitates) predicts that Hg(II) will be converted to Hg(0) between pe = −2 and pe = −3.5 ([Table S6 and Figure S14](#notes-1){ref-type="notes"}). One of the difficulties facing a thermodynamic description of the oxidation of FeS in our system is the absence of formation of crystalline end-products for which equilibrium information is available,^[@ref30]^ which limits our ability to calculate accurate reduction potentials for FeS/Fe(III) or FeS/oxidized S couples and, consequently, to develop pe--pH diagrams for FeS in our system.

Kirsch et al.^[@ref16]^ circumvented this difficulty through careful measurement of the electron activity in their FeS suspensions, which also spanned that over which we expect Hg(II) to be reduced. The authors^[@ref16]^ observed that reduction of Pu(V) occurred in FeS suspensions initially buffered at pe between −5.2 and −5.7 (pe was measured in the mineral suspension and in the supernatant solution above the pelleted mineral, respectively). Over the course of the reaction, Pu(IV) and Pu(III) formed and pe increased to between −4.9 and −2.1 (measured in the mineral suspension and in the supernatant solution, respectively).

There is no consensus in the literature regarding which redox-active element, S(-II) (e.g.,^[@ref15],[@ref63]^) or Fe(II) (e.g.,^[@ref16],[@ref64],[@ref65]^), is oxidized when metals or metalloids are reduced. Furthermore, FeS is much more soluble than Fe(II) oxides or mixed Fe(II)--Fe(III) oxides,^[@ref29]^ so aqueous Fe(II) and S(-II) could potentially transfer electrons as well. Indeed, Hyun et al.^[@ref15]^ suggested that S(-II) in equilibrium with FeS was responsible for reduction of U(VI). However, oxidized Fe and S species are almost always detected in FeS suspensions together^[@ref64],[@ref66]−[@ref68]^ and, to our knowledge, no analysis of the kinetics of reduction of contaminants by FeS has been performed that would allow a mechanism of electron transfer to be suggested.

Mackinawite's capacity to act as a powerful reductant can be rationalized by the presence of short Fe--Fe bonds that are postulated to be metallic.^[@ref69]^ Kwon and colleagues^[@ref70]^ used density functional theory to derive the density of states for FeS and found that the Fermi level was populated by Fe 3d electrons. In support of their interpretation that Fe 3d electrons were highly delocalized, the authors^[@ref70]^ presented an Fe L~2,3~-edge X-ray absorption spectrum for FeS which was more like the spectrum of metallic Fe (α-Fe) than the isostructural Fe mineral (SmO~0.85~FeAs). This predicted metallic character of the Fe--Fe bonds^[@ref69],[@ref70]^ in FeS suggests that the electrons for reduction originate from Fe(II).

Additionally, aqueous Fe(II) in equilibrium with FeS may act as an electron donor. For instance, hydroxylated Fe(II) species have been implicated in Hg(II) reduction (although not in sulfidic suspensions^[@ref71]^). Due to the large concentrations of aqueous Fe(II) in our suspensions (ca. 400--1000 μM), it is possible that aqueous Fe(II) complexes participated in the reduction of Hg(II), although our methodology did not allow us to determine whether there was a relationship between the concentration of Fe(II) in solution and the amount of Hg(0) produced.

There are few studies of Hg(0) concentrations in anoxic sediments,^[@ref13]^ but the results of our work suggest that Hg(0) may account for a significant fraction of the total Hg in wetland, estuarine, lake, or aquifer sediments, in agreement with the finding of Bouffard and Amyot^[@ref13]^ that up to 28% of the total Hg in anoxic lake sediments is Hg(0). The production of Hg(0) by FeS in anoxic sediments should significantly impact the biogeochemical cycling of Hg in these environments. Reduction of Hg(II)--S(-II) by FeS could compete with the oxidation of Hg(0) by organic matter^[@ref59],[@ref60],[@ref72]^ (and thiol groups on bacterial cells^[@ref11],[@ref61]^) and of course with the methylation of Hg(II), thereby limiting subsequent toxicity.

Thermodynamic calculations of Hg(II) speciation and Hg(0) production as measured by CVAFS under control conditions. Wet-chemical, X-ray scattering, and spectroscopic characterization of the FeS substrate. Details of the EXAFS fitting process. Comparison of FT-EXAFS spectra obtained for the same sample conditions when the sample was preserved at different temperatures. Lastly, thermodynamic simulations of the fraction of Hg(0) generated as a function of pe. This material is available free of charge via the Internet at <http://pubs.acs.org>.
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